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’ INTRODUCTION
Simple carbonyl compounds such as formaldehyde, acetalde-
hyde, and acetone are among the most abundant reactive organic
molecules in the free troposphere.13 These species have
relatively short lifetimes in the upper troposphere (∼20 days
for acetone4) and play a large role in HOx cycles through their
primary degradation paths—reaction with OH and photolysis.5,6
Recently, the question of the importance of the reaction between
acetone and the hydroperoxy radical (HO2) and its impact on the
chemistry of the upper troposphere (UT) has been raised.7 The
one previous experimental study of reactions of HO2 with
acetone (and other ketones) by Gierczak and Ravishankara8
was carried out at 298 and 372 K, ostensibly investigating the H
atom abstraction of acetone by HO2. They found that this
reaction proceeded at a negligible rate and was then deemed to
be inconsequential in the atmosphere. However, at the low
temperatures of the UT, approaching 200 K, the possibility of
a significant association reaction between the radical and the
carbonyl arises. Such a reaction could play a considerable role
in the HOx budget as an acetone sink in the UT, and there-
fore warrants an experimental study.7 We report here the
investigation of the reaction between HO2 and (CH3)2CO over
the temperature range of 215272 K using the infrared kinetic
spectroscopy (IRKS) method developed in our laboratory.
Previous experimental work has demonstrated that the reac-
tion of HO2 + HCHO proceeds at room temperature and
possesses a negative activation energy, indicating a complex
formation mechanism.914 Theoretical work1517 predicts that
the reaction proceeds through a hydrogen-bonded molecular
complex followed by rapid isomerization via an intramolecular
H-atom transfer to form a hydroxymethyl peroxy radical:
HO2 þ HCHO f HBMC f TS f H2CðOHÞOO ð10Þ
This mechanism was corroborated by observation of a strong UV
absorption band at 230 nm attributed to the H2C(OH)OO
radical in a flash photolysis study of formaldehyde in air.13
However, the possibility of a similar mechanism for acetone
was not considered until recently.
Hydroperoxy radical reactions with acetone were first
explored theoretically in work by Aloisio and Francisco.18 Using
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ABSTRACT: The reaction between the hydroperoxy radical, HO2, and
acetone may play an important role in acetone removal and the budget of
HOx radicals in the upper troposphere. We measured the equilibrium
constants of this reaction over the temperature range of 215272 K at an
overall pressure of 100 Torr using a flow tube apparatus and laser flash
photolysis to produce HO2. The HO2 concentration was monitored as a
function of time by near-IR diode laser wavelength modulation spectros-
copy. The resulting [HO2] decay curves in the presence of acetone are
characterized by an immediate decrease in initial [HO2] followed by subsequent decay. These curves are interpreted as a rapid
(<100 μs) equilibrium reaction between acetone and the HO2 radical that occurs on time scales faster than the time resolution of the
apparatus, followed by subsequent reactions. This separation of time scales between the initial equilibrium and ensuing reactions
enabled the determination of the equilibrium constant with values ranging from 4.0 1016 to 7.7 1018 cm3molecule1 for T =
215272 K. Thermodynamic parameters for the reaction determined from a second-law fit of our van’t Hoff plot were ΔrH245 =
35.4 ( 2.0 kJ mol1 and ΔrS245 = 88.2 ( 8.5 J mol1 K1. Recent ab initio calculations predict that the reaction proceeds
through a prereactive hydrogen-bonded molecular complex (HO2acetone) with subsequent isomerization to a hydroxy
peroxy radical, 2-hydroxyisopropylperoxy (2-HIPP). The calculations differ greatly in the energetics of the complex and the
peroxy radical, as well as the transition state for isomerization, leading to significant differences in their predictions of the
extent of this reaction at tropospheric temperatures. The current results are consistent with equilibrium formation of the
hydrogen-bonded molecular complex on a short time scale (100 μs). Formation of the hydrogen-bonded complex will have a
negligible impact on the atmosphere. However, the complex could subsequently isomerize to form the 2-HIPP radical on
longer time scales. Further experimental studies are needed to assess the ultimate impact of the reaction of HO2 and acetone
on the atmosphere.
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density functional theory, they predicted formation of hydrogen-
bonded complexes between HO2 and formaldehyde, acetalde-
hyde, and acetone, with binding energies for the resulting HO2-
(R2CO) complexes ofD0 = 26, 33, and 37 kJ mol
1, respectively,
at the B3LYP/6-311++G(3df,3pd) level. These complexes are
similar to the well-known adducts between HO2 and other
atmospheric species such as H2O.
Hermans et al.7,17 also performed approximated G2Mc//
B3LYP/cc-pVTZ calculations on the reactions of HO2 with
these carbonyls, but they went one step further and also looked
at the formation of hydroxyperoxy radical products from the
molecular complexes. They found that while equilibrium favors
the reactants at room temperature, the hydroxyperoxy radical
products are stable at temperatures approaching 200 K and
become intermediates in an efficient removal process of acetone
through their subsequent reactions. From their computed rate
coefficients and equilibrium constants, they estimate that reac-
tion with HO2 near the tropopause could be a significant sink for
formaldehyde and acetone, even surpassing reaction withOH (in
a zonally averaged model). More recent calculations on the
acetone reaction with HO2 by Cours et al.,
19 using the coupled
cluster single and double with approximate triple excitations
(CCSD(T)/6-311G(d,p)//MP2/6-311G(d,p) level of theory,
found equilibrium constants smaller than those calculated by
Hermans et al. by approximately 4 orders of magnitude, high-
lighting again the need for an experimental measurement.
In both of the latest theoretical studies, the reaction is
proposed to go through the steps in reaction 1 analogous to
reaction 10 for formaldehyde.
HO2 þ ðCH3Þ2CO f HBMC f TS f ðCH3Þ2CðOHÞOO
ð1Þ
where HBMC is the hydrogen-bonded molecular complex and
TS is the transition state for the isomerization reaction from
HBMC to the hydroxyperoxy radical product. The HBMC is
formed by a hydrogen bond between the H atom of HO2 and the
carbonyl oxygen. In the TS the hydrogen bond is maintained, but
a five-membered ring is formed where the terminal oxygen atom
on HO2 bonds to the carbonyl carbon. The TS is predicted to be
the only barrier for isomerization to the 2-HIPP radical.
Table 1 gives a brief summary of the structures and energies
found for the molecular complex, transition state, and product in
these three calculations, emphasizing important differences and
similarities. In general, the CCSD(T) results of Cours et al. give
significantly lower binding energies for all bound structures and a
higher energy for the TS which lies above the initial reactant
energy. Cours et al. and Hermans et al. both predict that 2-HIPP
has three low-energy conformers, only one of which would
dominate at room temperature or below.
Notable differences between the calculated structures of
HBMC and the energies of the HBMC, TS, and 2-HIPP account
for the discrepancies found between the Hermans et al. and
Cours et al. calculations. For HBMC in the work of Cours et al.
the five-membered ring is perpendicular to the plane of the
acetone carbon backbone and is at a higher energy than that
determined by Hermans et al., which has the ring in the same
plane of the acetone carbon backbone, similar to the original
study by Aloisio and Francisco (see Table 1). Both conformers
involve a strong O2H 3 3 3OdC hydrogen bond and differ
primarily in the location of the OO group of HO2 and the
methyl group conformations. Cours et al. did calculate the energy
of the in-plane ring HBMC, but state that it does not connect to
the transition state that leads to 2-HIPP. It is not clear that this
connectivity issue makes a significant impact, since at the internal
energies needed to surmount the TS barrier in their work, the
two isomers are likely to interconvert. The transition-state
structures in these two studies are very similar in that the five-
membered ring is perpendicular to the acetone skeletal plane,
although the hydrogen bond distance to the carbonyl oxygen is
calculated to be longer by Cours et al. One of the most significant
differences between the studies is that the TS energy is higher
than the reactants according to Cours et al., whereas it is lower
according to Hermans et al. Both values are within 15 kJ mol1 of
the reactants, but the kinetics are strongly affected by the relative
energy difference found between these papers. Lastly, although
the 2-HIPP structures are consistent between the two calcula-
tions, the Cours et al. energies are calculated to be approximately
20% higher (again, see Table 1), the difference apparently the
result of a different level of theory. The effect of these structural
and energetic differences on the overall equilibrium constant
culminates in an effect on the forward and reverse rate coefficients.
In Cours et al., where TS was slightly higher in energy than the
reactants, a much smaller forward rate coefficient was determined,
while both studies found similar reverse rate coefficients.
The calculations described above suggest that, at room
temperature, equilibrium concentrations of the product radicals
are too low to be detected, consistent with previous experimental
work.8 However, at lower temperatures, if the calculations are
approximately correct (even given the 4 orders of magnitude
difference in forward rate), this addition reaction should be
detectable by high sensitivity techniques.
In this work, we apply our infrared kinetic spectroscopy
method to study the reaction of HO2 + acetone. HO2 radicals
are generated by pulsed laser photolysis (PLP) in the presence of
acetone, and the decay of the HO2 concentration due to reaction
is monitored by wavelength modulation (WM) spectroscopy.
Although the experiment in principle allows us to measure the
kinetics of HO2 loss in the presence of acetone in real time, the
complexity of the secondary chemistry makes it difficult to
determine the rate coefficient unambiguously. However, the
association reaction is expected to be sufficiently fast at moderate
pressures (100 Torr) and modest partial pressures of acetone
(0.11 Torr) that equilibrium of reaction 1 may be reached in
times on the order 0.1 ms, times much shorter than the
subsequent reactions of the products.
We therefore measure the equilibrium constant Kc,1(T) by
determining the change in initial HO2 concentration as a
function of acetone concentration. The advantage of the
present approach is that we can use the time-resolved data
to determine quantitatively the initial HO2 concentration by
extrapolating the empirically observed bimolecular decay to
time zero, without the need to model the chemistry leading to
HO2 loss. We have used this technique successfully in previous
work on the HO2 + CH3OH association reaction and shown that
themeasured van’t Hoff plot is in quantitative agreement with both
time-resolved kinetics of the fast approach to equilibrium and ab
initio calculations.20
’EXPERIMENTAL METHODS
The IRKS method used to study this reaction is presented in
detail in previous work.21,22 Only a brief description with details
pertinent to this investigation will be given here. The reactant
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gases in a bath of nitrogen and oxygen are admitted near the
center of a jacketed, slow flow-tube cylindrical cell approximately
165 cm in length and 5 cm in inner diameter. The gases flow in
both outward directions toward exit ports situated before purged
mirror boxes on either end of the flow tube; nitrogen purge gas
flows through the boxes at each end counter to the reaction flow
and out the same exit ports to isolate the mirrors from the
corrosive reactants. The reaction and purge flow rates were kept
nearly equal at approximately 2000 cm3(STP) min1. The
overall pressure was kept at 100 Torr with residence time in
the flow tube maintained at 10 s. Under these conditions, the
reactants are constrained within a 150 cm path length in the flow
tube, as determined by Cl2 and CF3Br ultraviolet absorption
measurements at 295 and 220 nm, respectively. Liquid-nitrogen-
cooled methanol flowed through the outer jacket to cool the
reaction cell (but not the mirror boxes) to a fixed temperature, as
measured via calibrated thermocouples. The range of tempera-
tures used was from 215 to 298 K with an uncertainty of(2.0 K
for individual temperature settings.
The reaction was initiated by flash photolysis using a XeCl
excimer laser pulse at 308 nm to create HO2 via standard
Cl2/CH3OH/O2 chemistry discussed further in Results and
Analysis. Laser power varied from 60 to100 mJ pulse1 over
the course of this study, but diminished only to a small degree
(∼10%) during any one day’s run. Concentrations of [Cl2] = 8
1015 molecules cm3, [CH3OH] = 2  1015 molecules cm3,
and [O2] = 2 1018 molecules cm3 in a bath of [N2] = 2 1018
molecules cm3 produced [HO2] in the range of (39)  1013
molecules cm3. For the reaction with acetone, the [(CH3)2CO]
was varied between 1  1015 and 25  1015 molecules cm3
depending on the desired extent of reaction. Methanol and
acetone were introduced via temperature-controlled (calibrated)
bubblers. In the bubblers, methanol was kept at 0 C (vapor
pressure (pvap) = 30.1 Torr) and acetone was either at10.4 C
(pvap = 40 Torr) or32.4 C (pvap = 10 Torr), depending on the
desired concentration range of acetone in an experimental run.
The acetone concentration was determined from its vapor
pressure23 at the selected bubbler temperature and the quantities
of the other gases added. The concentrations were checked over
the range used in these experiments at room temperature by
ultraviolet absorption24 at 275 nm in the main reaction cell. The
values were found to agree with those calculated via the vapor
Table 1. Energies and Simplified Structures of Hydrogen-Bonded Complexes, Transitions States, and Products Predicted To Be
Involved in the Addition Channel for the HO2/Acetone Reaction
a
a Energies given are relative to the reactants’ (HO2 + (CH3)2CO) energies in kilojoules per mole, and distances are in angstroms.
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pressure to within 1.1%. It was then assumed that the calculated
acetone concentrations were correct at the lower reaction
temperatures used in this study to within this uncertainty. The
acetone was of HPLC grade (>99.9%) from Burdick and Jackson
and the methanol was of spectrophotometric grade (100.0%)
from J. T. Baker, both of which were used without further
purification. The carrier gases were Ultra-Pure grade from Airgas
Corp (99.996% for O2 and 99.993% for N2) except for Cl2 which
was 9.99% in He from Air Products.
The [HO2] as a function of time was measured by infrared
light absorption using a distributed feedback diode laser. The
signal detection details can be found in Christensen et al.,22
but, briefly, the diode laser is tuned to a group of blended
rovibrational HO2 transitions near 6638.2 cm
1 in the first
overtone of the OH stretch of HO2. The laser light passed
through the reaction cell 30 times via two gold mirrors in a
Herriot cell arrangement. A 6.8 MHz sinusoid applied to the
input current of the diode laser modulated the emission wave-
length. 2f-Heterodyne detection was employed. Absolute values for
[HO2] were determined by the simultaneous directmeasurement of
the ultraviolet (UV) absorption of HO2 at 220 nm (σHO2 = 3.41
1018 cm2molecule-1).24TheUV sourcewas broadband light froma
deuterium lamp; the light made a single pass through the cell, was
coaligned and counterpropagatingwith the photolysis pulse, andwas
wavelength-selected by a monochromator. A simultaneous fit to UV
and IR data established the calibration factor relating the IR signal in
volts to [HO2] in molecules cm
3. This calibration needed to be
carried out just once at each temperature; the measurement with
[(CH3)2CO] = 0 was chosen in each case. The timing of the
initiation of the reaction and subsequent detection were com-
puter-controlled.
An experimental run consisted of fixing the reaction cell at a
desired temperature and then monitoring the [HO2] as a
function of time at various acetone concentrations. Typically,
the [HO2] was monitored for 10 ms with a time resolution of
10 μs and a 1 ms time period prior to the laser pulse to establish
the signal zero. In each case, 50 shots were averaged. In an
experimental run, the chemistry was first carried out in the
absence of acetone to establish both the infrared calibration
factor and the initial [HO2] generated by the laser pulse photo-
lysis, [HO2]0. The infrared absorption was calibrated via a com-
parison with ultraviolet light absorption of HO2 at 220 nm. The
[HO2]0 was determined by fitting the [HO2] decay curve to the
methanol-enhanced HO2 self-reaction.
20 The reaction between
HO2 and acetone at each temperature was measured at four or
more different concentrations of acetone. The largest concentra-
tion of acetone used in each experimental run resulted in an
approximate 50% decrease in [HO2] near time = 0, so the range
of concentrations used at each temperature varied. The result-
ing decay curves were fit in a fashion similar to that in the absence
of acetone. The fitting procedure is described in Results and
Analysis, which follows. In addition to using the chemistry
involved in the fitting, a unimolecular loss rate coefficient of
15 s1 was used to account for the HO2 moving out of the
detection region over time by diffusion and flow effects. This
term was incorporated for consistency with the data taken
without acetone but was not important on the short time scales
of the equilibrium measurements. All fitting was accomplished
via the FACSIMILE program.25
One other concern was the possible reaction of triplet-state
acetone created by absorption at 308 nm. However, given the
concentrations and light flux involved, the small concentration of
triplet acetone created is quenched via O2 in about 200 ns;
26 there
are no previous reports of a direct channel that producesHO2 from
this reaction. However, via a dissociation channel of excited
acetone, HO2 can be produced eventually from the self-reaction
of CH3O2. At our concentrations and light flux, the amount of
HO2 formed via this mechanism in 10 ms is negligible (<0.1%).
’RESULTS AND ANALYSIS
Overview. The chemical reactions involved in the system
studied here, with their associated rate coefficients and thermo-
dynamic parameters, are listed in Table 2. The chemical reac-
tions used to produce the relatively instantaneous (∼20 μs)
Table 2. Reactions Involved in the Chemical System Studied Here
reaction k a ref
Cl þ CH3OH f HCl þ CH2OH k3f = 5.5  1011 24
CH2OH þ O2 f HO2 þ CH2O k4f = 9.10  1012 24
HO2 þ HO2 f H2O2 þ O2 k5f = 3.5  1013 exp(430/T) 24
HO2 þ CH3OH a HO2 3CH3OH k6f = 2.80  1015 exp(1800/T) 20
ΔrH246 = 37.4 ( 4.8 kJ mol1
ΔrS246 = 100 ( 19 J mol1 K1
HO2 þ HO2 3CH3OH f H2O2 þ CH3OH þ O2 k7f = 2.1  1011 20
Cl þ CH3C OÞCH3 f HCl þ CH3CðOÞCH2

k8f = 1.53  1011 exp(594/T) 30
HO2 þ CH3CðOÞCH2OO f CH3CðOÞCH2OOH þ O2
f CH3CðOÞCH2O þ OH þ O2
k9f = 8.6  1013 exp(700/T)
(branching ratio 0.15)
24
40
HO2 þ ðCH3Þ2CO a product ΔrH245 = 35.4 ( 2.0 kJ mol1 b
ΔrS245 = 88.2 ( 8.5 J mol1 K1
HO2 þ ðCH3Þ2CðOHÞOO f ðCH3Þ2CðOHÞOOH þ O2 k11f = 4  1011 (estimated) 7
a k are in units of cm3 molecule1 s1. bDetermined in this work
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concentration of HO2 via excimer flash photolysis are
Cl2 þ hν f 2Cl ð2Þ
Cl þ CH3OH f HCl þ CH2OH ð3Þ
CH2OH þ O2 f HO2 þ CH2O ð4Þ
In the absence of acetone, but in the presence of methanol,
HO2 goes on to react via the following mechanism:
HO2 þ HO2 f H2O2 þ O2 ð5Þ
HO2 þ CH3OH f HO2 3CH3OH ð6Þ
HO2 þ HO2 3CH3OH f H2O2 þ CH3OH þ O2 ð7Þ
Both the kinetics and thermodynamics of these reactions have
been investigated previously in this laboratory and others.20,24
Because the complexation equilibrium, reaction 6, is significant
(especially at lower temperatures) and fast, it must be taken into
account in our analysis. (Another possible product of the HO2
self-reaction is the tetroxide, HOOOOH, which has been
calculated to be stable with respect to reactants.27 Because no
experimental verification of this product has been obtained nor
any kinetic rate coefficients been determined, reaction to this
product has not been included in Table 2.)
With the addition of acetone, two additional sets of reactions
are initiated. First, the Cl atoms react with the acetone, which in
the presence of excess oxygen produces the acetonylperoxy
radical. (Reaction of CH3C(O)CH2 with O2 is instantaneous
on our time scale at our high [O2].) This radical will then
subsequently react with HO2.
Cl þ CH3CðOÞCH3 þ O2 f HCl þ CH3CðOÞCH2OO
ð8Þ
HO2 þ CH3CðOÞCH2OO f CH3CðOÞCH2OOH þ O2
ð9Þ
This set of reactions is in competition with reactions 3 and 4 and
must be quantitatively considered when measuring changes in the
initial amount of HO2 created at different acetone concentrations.
The second set of reactions are those at the center of the
investigation here, the association reaction between HO2 and
acetone, which are predicted to become more significant as the
temperature is decreased.
HO2 þ ðCH3Þ2CO a product ð10Þ
In this experiment we cannot detect the products and, thus,
cannot directly differentiate between formation of the hydrogen-
bonded molecular complex (HBMC) and formation of 2-HIPP.
Assuming the calculations are correct, 2-HIPP, (CH3)2-
C(OH)OO, will form, and this radical is also predicted7 to react
with HO2.
HO2 þ ðCH3Þ2CðOHÞOO f ðCH3Þ2CðOHÞOOH þ O2
ð11Þ
To account for these different sets of reactions, this chemistry
was carried out under a variety of conditions over a range of
acetone concentrations and temperatures.
Room-Temperature Experiments. At room temperature the
reaction betweenHO2 and acetone has been shown to be negligible.
8
Room-temperature experiments can then be used to isolate and
investigate the Cl/acetone chemistry. The experimental runs at
room temperature are shown in Figure 1. The top curve in
Figure 1 is the decay of [HO2] with no acetone present. From
this curve the rate coefficient, kobs, was determined for the HO2
self-reaction 5, including the enhancement due to the reaction
with methanol chaperone reactions 6 and 7 and was found to
agree with previous work from this laboratory.20 This value of
kobs was kept constant in the subsequent fits of the room-
temperature decays with acetone present.
The effect of adding acetone is seen in the other curves in
Figure 1, which are [HO2] decays with acetone concentrations
varying from 2.55  1015 to 19.5  1015 molecules cm3. We
observe that, with increasing acetone concentration, the initial
peak concentration [HO2] decreases while the bimolecular loss
rate of HO2 increases.
Without reaction 10 the immediate decrease in [HO2] is the
result of reaction 8 competing with reaction 3, leaving fewer Cl
atoms available to create HO2. Similar to HO2 formation,
acetonylperoxy formation can be considered instantaneous
(∼20 μs). Fits of the decay curves at the various acetone
concentrations were then carried out only adding reaction 9 to
the model; the literature value for the rate coefficient (k9f = 9.0
1012 cm3 molecule1 s1) was used28,29 and initial [HO2] and
[CH3COCH2OO] were allowed to vary. Good fits resulted as
shown in the example given in Figure 2 with values for initial
[HO2] and [CH3COCH2OO] summing within experimental
uncertainty to initial [HO2] with no acetone present. The
excellent fits with literature values for rate coefficients provided
confirmation that the Cl chemistry was occurring in the experi-
ments as expected.
Low-Temperature Experiments. Experiments were carried
out at lower temperatures (T = 215272 K) where HO2 and
acetone are predicted to react by eq 10 while the rate of the Cl +
acetone reaction 8 will decrease. As an example, [HO2] decay
curves at T = 222.5 K for a set of acetone concentrations are
displayed in Figure 3. The top curve in Figure 3 is again the
[HO2] decay without acetone. The reduction of the [HO2] upon
addition of acetone is striking, especially given the decrease in
the Cl reaction rate with acetone at this lower temperature.
(For example, compare the next lower curve (in red) in Figures 1
and 3, which are both at approximately the same acetone
Figure 1. Set of [HO2] decay curves at several different acetone
concentrations at room temperature (T = 298 K): [CH3OH] = 2.3 
1015; [Cl2] = 8.0 1015 molecules cm3. Addition of acetone decreases
the initial yield of HO2 because of reaction of some Cl atoms with
acetone (reaction 8) rather than with methanol (reaction 3).
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concentration.) Note also the significant decrease in the decay
time upon addition of acetone indicating much faster subsequent
reactions of HO2. We interpret this large change in HO2
concentration to be the result of reaction 10. It is apparent that
the reaction is very rapid on our millisecond time scale, too rapid
for accurate measurement of the forward rate coefficient. How-
ever, assuming that equilibrium is established immediately
relative to our time scale, we are in a position to determine the
equilibrium constant for the HO2/acetone reaction, reaction 10,
as a function of temperature.
In our expressions for the equilibrium constant for reaction 10,
we will refer to the product as the complex. The equilibrium
constant is then given by the expression
Kc ¼
½complexeq
½HO2eq½ðCH3Þ2COeq
ð12Þ
The acetone, (CH3)2CO, concentrations in each of the
experimental runs are determined by the flows and checked by
absorbance measurements, as described in Experimental Meth-
ods, and are in excess. Assuming a very rapid reaction, the
[HO2]eq in each run is obtained from the decay curve at time
very close to zero. It was found that measuring peak heights at
these short times did not lead to consistent concentration
determination because of the formation and product reaction
chemistry of the methanol, acetonylperoxy, and acetone systems
occurring on this time scale, rates of which vary with acetone
concentration. The methanol complex20 and acetonylperoxy
formation30 reactions are well-studied which show that reactions
will be completed in the first 50 μs under our conditions.
Our data indicate that the acetone reaction with HO2 is also
completed on this short time scale. A consistent method was
developed to determine [HO2] at equilibrium in which the decay
curves were extrapolated to time = 0 by fitting the decay curves
starting from ∼100 μs and going out to ∼2 ms. The amount of
the curve used in the fit to accomplish the extrapolation at each
temperature depended on the decay rate and the noise in the
data. The decay curve was fit simply with just one reaction,
reaction 5, allowing the rate coefficient for this reaction to vary.
The determined rate coefficients at a given temperature in these
fits then increase with increasing acetone concentration as is
expected because of additional reactions for removing HO2.
The subsequent reactions involved depend upon what product is
created. We will return to this issue after the description and
discussion of the determination of the equilibrium constant. No
unreasonable fits were found using this limited reaction set model.
Examples of fits and extraplotions are shown in Figure 4.
The determination of the equilibrium concentration of the
complex was made more difficult because of the Cl/acetone side
reaction 8. The [complex]eq comes from the difference in initial
[HO2] created in the absence of acetone reactions and the
[HO2]eq described above. The initial concentration, [HO2]0,
must be corrected for the Cl atoms removed via reaction with
acetone, reaction 8, to give [HO2]0*, the initial HO2 concentra-
tion in the prescence of acetone. Because the reaction of Cl with
methanol and acetone are both very fast given their large
concentrations, [HO2]0 is corrected by multiplying by the ratio
of the Cl/methanol reaction initial rate to that of the sum of that
initial rate and the Cl/acetone reaction initial rate. The rate
coefficient for the methanol reaction is independent of tempera-
ture (k3f = 5.5 1011 cm3 molecules1 s1),24 whereas that for
the acetone reaction does have a temperature dependence (k8f =
1.53  1011 exp(594/T) cm3 molecules1 s1).30 This
correction amounted to 29% at T = 272 K for the highest
acetone concentration to 2% at T = 215 K for the lowest
concentration, clearly significant especially at higher tempera-
tures. Fortunately, the ability to match the experimentally
determined [HO2]0* at room temperature (where no interference
from the HO2/acetone reaction exists) using the described initial
rates ratio validates the principle of the method. The concentra-
tion of the product is then given by
½complexeq ¼ ½HO20  ½HO2eq ð13Þ
Another factor that must be considered is the simultaneous
complexation equilibria of the acetone/HO2 addition reaction 10
and the methanol/HO2 addition reaction 6, both of which occur
Figure 2. [HO2] decay at T = 298 K with [acetone] = 8.0  1015
molecules cm3. Fit in green is frommodel of two reactions HO2 +HO2
(with methanol) and HO2 + acetonylperoxy (created by reaction of
acetone with Cl atom and O2). The residuals in the fit are shown above
the graph at a 50 scale.
Figure 3. [HO2] decay curves at various acetone concentrations at T =
222.5 K: [CH3OH] = 2.1  1015; [Cl2] = 8.0  1015 molecules cm3.
The dramatic decrease in [HO2] with the addition of acetone indicates
the association reaction between HO2 and acetone has occurred.
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within the first 100 μs. Especially at lower temperatures, a
nonnegligible fraction of the initial HO2 produced is bound in
the HO2 3CH3OH complex. To determine the HO2 3 acetone
complex equilibrium concentration, [complex]eq, the expres-
sions for the respective equilibrium constants and mass balance
for HO2 can be used to show that both of the measured [HO2] in
eq 13 must each be multiplied by the same factor F[Kc,6(T)] =
{Kc,6(T) [CH3OH] + 1}. Kc,6(T) is the equilibrium constant
for the methanol/HO2 addition reaction determined from its
reaction thermodynamic values.20) Thus, the Kc at each tem-
perature are determined by multiplying eq 13 by F[Kc,6(T)].
This factor varies from 1.41 at T = 215 K to 1.01 at T = 272 K,
demonstrating its importance at the lowest temperatures in
this study.
Combining these methods for determining the equilibrium
concentrations of the reactants and product resulted in a con-
sistent determination, in turn, of the equilibrium constants. An
example of the determination of Kc at one temperature (T =
222.5 K) is given in Table 3. Five different acetone concentra-
tions were used. The monotonically decreasing [HO2]0* from
[HO2]0 = 7.66  1013 with increasing [(CH3)2CO] due to the
Cl/acetone reaction is observed. The equilibrium concentrations
determined as described above are given and are used to calculate
the equilibrium constant, Kc. Although an average value of Kc is
given in the table, it was decided that a weighted average would
be a better estimate of the equilibrium constant. The weights
used are calculated from the systematic sources of error: (1) the
uncertainty in the rate coefficients for the Cl atom reactions 3 and
8, 18 and 13%, respectively,24,30 and (2) the uncertainty in the
acetone concentration of 1.1%. The error introduced by the
uncertainties in the rate coefficients varies with [(CH3)2CO] and
is given as λ(Kc) ([HO2]0*) in Table 3. The magnitude of this
changing error is to be compared to the constant error of 1.1%
introduced by the concentrations. The combined error is given as
λ(Kc)i, in Table 3 for each run. The weight for each run is
determined from the inverse square of λ(Kc)i; the normalized
weights are simply the weight of each run divided by the sum of
the weights and are also given in Table 3. The net effect is that the
Kc from higher [(CH3)2CO] runs are weighted somewhat less
than the lower ones, as can be seen from the weights given in
Table 3. Small, but significant, changes in the average value of Kc
and its uncertainty result, especially at higher temperatures
because of the increased rate of reaction 8.
The scatter in the determined Kc values at different acetone
concentrations at each temperature indicated no systematic error
and resulted in reasonable standard deviations given the expected
uncertainties in the concentrations. The weighted average values
of the equilibrium constants and standard deviations (1σ)
determined in this manner over the temperature range T =
215272 K are given in Table 4. Also given in the table are the
weighted standard deviations of the mean (σmean) calculated
from the indicated number of runs at different acetone concen-
trations. The range in the standard deviations observed is due to
the variance in conditions and laser behavior over the months of
carrying out these experiments. The uncertainty for eachKc listed
as λKc is the square root of the combination of the standard
deviation given with the uncertainty in F = (1+Kc,6[CH3OH])
due to the HO2/methanol equilibrium and the uncertainty in the
temperature added in quadrature. The uncertainty in Kc,6 was
determined from ref 20. As is expected, the uncertainty differs
significantly from the standard deviation only at the lowest
temperatures.
The equilibrium constant is observed to be a strong function
of temperature varying from 4.0  1016 to 7.7  1018 cm3
molecule1 over our temperature range. To determine the
thermodynamics of this reaction, R ln(Kp) is plotted versus the
reciprocal of the temperature in a van’t Hoff plot shown in
Figure 5. The error bars given in the graph are derived from
the uncertainties, λKc. Because the identity of the product is
uncertain, we performed a second-law analysis by carrying out a
weighted linear least-squares fit to the data using the reciprocal of
the square of the uncertainties as the weighting factors. The linear
fit was found to be exceptionally good with an R2 = 0.961 and by
visual inspection. The slope yields the enthalpy of reaction,
Figure 4. Two of our fits to [HO2] decay curves showing extrapolation
to time = 0 to determine [HO2]eq. Best and worst case examples of
signal-to-noise at two different temperatures are shown. The residuals of
the fit are shown in the graph above the curves.
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ΔrH245 (kJ mol1) = 35.4 ( 2.0, and the intercept gives the
entropy of reaction, ΔrS245 (J mol1 K1) =88.2( 8.5, over
this temperature range. (T = 245 K is the midpoint of our range.)
The uncertainties given in these values are the standard errors
determined from the linear regression. From the thermody-
namics of the reaction, we can calculate the enthalpy of formation
and the entropy of the product, be it HBMC or 2-HIPP. Using
the ΔfH298 for the hydroperoxy radical31 and acetone32 along
with the heat capacities,33 we obtain ΔfH245 = 237 ( 2.1 kJ
mol1. With use of S298 for the hydroperoxy radical34 and
acetone35 andCv for each species, S245 = 418( 8.5 J mol1 K1.
The experimental reaction thermodynamic parameters obtained,
in comparison with theoretical values, can aid in the determina-
tion of the product of this reaction, as is given in Discussion,
which follows.
Subsequent Reaction Kinetics. After the addition reaction,
the subsequent chemistry and kinetics could be quite compli-
cated due to the various reactions the product(s) might undergo.
Although this paper is primarily concerned with the determina-
tion of the equilibrium constant, we looked at the rate of HO2
disappearance as a function of the acetone concentration on the
millisecond time scale at one temperature, T = 222.5 K. At this
low temperature the production of acetonylperoxy radical via the
chlorine chemistry should be negligible. Because the methanol
concentration (2.1 1015 molecules cm3) is kept constant, the
rate of HO2 decay due to the enhancement caused by the HO2/
methanol complex chaperone mechanism36 should be constant.
In Figure 6 the rate coefficients, kobsA, found to fit the subsequent
decays (over a time period to give 1/e2 decay in intensity =
2.5 ms) are plotted as a function of [(CH3)2CO]. Remarkably,
the data points lie along a straight line. This behavior is very
similar to that of the HO2/methanol reaction where the linear
behavior of the rate coefficient with respect to methanol con-
centration was attributed to a chaperone mechanism where the
rate of HO2 self-reaction appeared to increase due to the reaction
between HO2 and the hydrogen-bonded complex. In our case, it
may be that we are forming a hydrogen-bonded complex between
Table 3. Example of the Determination of the Weighted Average of Kc (cm
3 molecule1) at One Temperature (222.5 K) from
Runs at Several Acetone Concentrations {[CH3OH] = 2.1  1015; [Cl2] = 8.0  1015 molecules cm3}a
exptl run 1 exptl run 2 exptl run 3 exptl run 4 exptl run 5
[(CH3)2CO]eq 2.71 1015 3.62 1015 4.24 1015 5.47 1015 6.78 1015
F[Kc,6(222.5)] = 1.23;
[HO2]0 = 7.66  1013;
av Kc = 1.36  1016;
σ = 1.1  1017
[HO2]0* 7.47 1013 7.41 1013 7.37 1013 7.29 1013 7.20 1013
[HO2]eq 5.66 1013 5.15 1013 4.97 1013 4.69 1013 4.27 1013
[complex]eq 1.81  1013 2.26 1013 2.40 1013 2.60 1013 2.94 1013
(Kc)i 1.45 1016 1.48 1016 1.40 1016 1.24 1016 1.25 1016
Weighted Averaging
1 2 3 4 5
λ(Kc) ([HO2]0*) (%) 2.25 2.38 2.59 3.02 3.23 weighted av Kc = 1.37  1016;
weighted σ = 1.1  1017;
σmean = 5.0  1018
λ(Kc)i 3.64  1018 3.89  1018 3.93  1018 3.99  1018 4.26  1018
normalized weights 0.233 0.204 0.199 0.193 0.170
aThe equilibrium concentrations are determined as described in the text and are given in molecules cm3.
Table 4. Equilibrium Constants, Kc (cm
3 molecule1),
Determined for HO2 + (CH3)2CO Association Reaction over
the Temperature Range T = 215272 Ka
T ((2 K) Kc 1σ σmean no. of runs λKc
215.6 4.01 1016 4.9 1017 5.0 6 6.3 1017
220.7 1.88 1016 1.4 1017 3.8 4 1.7 1017
222.5 1.37 1016 1.1 1017 3.6 5 1.4 1017
226.8 1.04 1016 1.6 1017 5.3 8 1.6 1017
227.6 8.90 1017 1.6 1017 7.2 6 1.6 1017
231.9 7.07 1017 1.4 1017 9.9 4 1.4 1017
232.3 6.55 1017 6.1 1018 4.2 5 6.2 1018
237.1 4.22 1017 2.5 1018 2.7 5 2.6 1018
242.7 2.67 1017 3.5 1018 5.8 5 3.5 1018
243.5 2.47 1017 4.6 1018 5.4 12 4.6 1018
245.9 3.06 1017 4.4 1018 7.1 4 4.4 1018
249.6 2.96 1017 3.4 1018 5.2 5 3.4 1018
254.5 1.39 1017 2.3 1018 8.2 4 2.3 1018
266.2 1.26 1017 3.4 1018 7.4 13 3.4 1018
272.3 7.69 1018 1.5 1018 8.6 5 1.5 1018
aThe standard deviations, 1σ (cm3 molecule1), are determined from
the weighted averaging of Kc found from several decays at the same
temperature, but varying the acetone concentration. Also given are the
relative σmean (%), the number of decays used to determine the average
Kc and the total uncertainty, λKc, which is described in the text.
Figure 5. van’t Hoff plot ofRln(Kp) vsT
1 yieldingΔrH245 =35.4(
2.0 kJ mol1 from the slope and ΔrS245 = 88.2 ( 8.5 J mol1 K1
from the intercept over the temperature range of T = 215272 K.
The error bars are (1λKc. A good linear fit is obtained as indicated
by R2 = 0.961.
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acetone and HO2 that is acting in a similar manner, increasing the
rate of HO2 self-reaction due to a chaperone mechanism as given in
ðCH3Þ2CO 3HO2 þ HO2 f products ð14Þ
Likely products other than the regenerated (CH3)2CO are
H2O2 andO2 and possibly the tetroxide, HOOOOH,mentioned
previously.
At constant methanol concentration the apparent-rate ob-
served rate coefficient, kobsA, would be a combination of the
enhanced rate due to methanol, kobs, and the enhancement due
to acetone.
kobsA ¼ kobs þ k00½ðCH3Þ2CO ð15Þ
From the fit of the plot in Figure 6, the slope then gives k00 and the
intercept the kobs. The k00 value of 1.23 1026 cm6molecule2 s1
obtained is very similar to, but a bit larger than, that found for the
methanol case.36 Our kobs = (1.39 ( 0.34)  1011 cm3
molecule1 s1 is consistent with the value for the methanol-
enhanced reaction determined in this laboratory, kobs = 6.83.5
+6.4 
1012 cm3 molecule1 s1 (Christensen et al.; 1 σ uncer-
tainties).20 Although this suggests the formation of a hydro-
gen-bonded complex (HBMC) as the product we are observing,
similar reaction behavior might be explained by reaction of
2-HIPP with HO2. A more complete study of the subsequent
reaction kinetics will be accomplished in the near future.
’DISCUSSION
This work measured Kc(T) for the reaction of HO2 with
acetone by monitoring the decrease in [HO2] with the addition
of acetone. Two assumptions were necessary for the measure-
ments: (1) The equilibrium was reached much faster than the
time scale of the time resolution, and (2) it was possible to
determine a good value for [HO2]eq by backward extrapolating
to time zero on the basis of a kinetic fit of the subsequent reactive
loss and quantitatively correct for changes in HO2 from the Cl/
acetone reaction andmethanol complexation. The consistency of
the equilibrium constants determined at a variety of acetone
concentrations at any one temperature coupled with the good
linear fit obtained in the van’t Hoff plot gives us confidence that
both of these assumptions are justified. Accounting for the Cl
chemistry competition between methanol and acetone was also
necessary, but was proven to work using the data obtained at
room temperature. At lower temperatures (<230 K) it was also
necessary to include the HO2/methanol addition reaction equi-
librium. Overall, this method provided a robust measurement of
the equilibrium constant.
However, because we are measuring the equilibrium constant
only through the disappearance of the reactant HO2, we cannot
directly determine the product of the reaction. In both of the
theoretical papers described previously the product is 2-HIPP,
albeit with different energies, and is predicted to form through a
prereactive hydrogen-bonded molecular complex. Given that the
final product is predicted to be lower in energy than the reactants
and the hydrogen-bonded complex, the energy of the transition
state between the complex and 2-HIPP, relative to the reactants,
is likely to be the important factor in determining the product we
are making on this short time scale.
The Kc(T) values determined in this work are compared to
those calculated in the two theoretical studies for reaction to the
2-HIPP product in Table 5 at several temperatures. In addition to
givingKc measured at two temperatures in this work, we included
extrapolations to T = 200 K, important to the upper troposphere,
and T = 298 K where no perceptible reaction was reported
previously.8 These values are obtained by extrapolation using the
ΔrH245 and ΔrS245 given in Results and Analysis.
Our Kc(T) values are seen to lie between the two theoretical
calculations. At higher temperatures our values agree better with
Hermans et al., whereas at lower temperatures agreement is
better with Cours et al. [Very recently, a study of the same
reaction by Dillon et al. found very similar experimental values
for the equilibrium constants to ours, but over a smaller tem-
perature range (T=210228K) bymodeling the kinetics assuming
reaction to the 2-HIPP product.37] The observed change in
agreement with the two theoretical studies is a result of the smaller
ΔrH245 determined in this work compared to those found in the
two calculations. The thermodynamic values for the reaction we
determined from the van’t Hoff plot are compared to theoretical
values in Table 6. The values given for the theoretical work in the
second and third rows of the table were found (by us) from a
van’t Hoff treatment of the equilibrium constants given in those
papers for the reaction to the 2-HIPP product over a temperature
range similar to our experiment. Considering these values of
thermodynamic parameters in Table 6, it is seen that our
experimental values for both ΔrH and ΔrS are considerably
smaller than those in either theoretical study. It is certainly
possible that the calculated values are in error to this extent, but
the large difference and the direction of this difference suggest
that there may be a different product resulting from this reaction.
Figure 6. The apparent observed rate constant in the presence of
methanol, kobsA as a function of [(CH3)2CO] at T = 222.5 K. See
equation 15.
Table 5. Comparison of Kc(T) (cm
3 molecule1) with The-
oretical Values of Kc,1(T) for the 2-HIPP Product
a
Kc,1
T (K)
Kc
this work Hermans et al.17 Cours et al.19
200 1.15 1015 b 3.30 1012 1.86 1016
220 (1.88( 0.17) 1016 1.25 1013 1.17 1017
250 (2.96 ( 0.31) 1017 2.48 1015 4.28 1019
298 1.58 1018 b 2.40 1017 8.64 1021
a For our work, values in our temperature range are shown with 2λKc of
the mean uncertainties. bValues outside our temperature range are
extrapolated using our determined values for ΔrH245 and ΔrS245.
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Also included in Table 6 are values for ΔrH245 and ΔrS245
determined from a van’t Hoff treatment of the theoretical
equilibrium constants for the reaction proceeding only to the
hydrogen-bonded molecular complex in rows 4 and 5 based on
calculations by Aloisio and Francisco18 and Hermans et al.,17
respectively. We determined the theoretical equilibrium con-
stants for this reaction from the relative energy of HBMC to
the reactants (37.2 and 41.0 kJ mol1, respectively), and
the vibrational energies and rotational constants of reactants
and products given in both papers. Any additional computed
data that were required for the reactants were obtained from
the NIST CCCBDB Web site,38 where the same computa-
tional method and basis set used in the respective calculation
were selected in both cases. In the calculation of the integrated
heat capacities for determination of the enthalpy of reaction
and the statistical mechanics calculation of the entropy of
reaction, all vibrations were treated as harmonic oscillators (no
correction for internal rotations), and the rotational contribu-
tions were treated classically. The structures of the HBMC
were similar in both papers with the HO2 plane being coplanar
with the acetone carbon backbone. The difference in the
calculated ΔrH245 primarily stems from the difference in
calculated energies of the HBMC, whereas the difference in
the calculatedΔrS245 results from the difference in vibrational
energies, arising mainly from the low-energy torsional modes.
However, in both cases the calculated thermodynamic param-
eters are much more similar to our experimental values than
those for the reaction to the 2-HIPP product. On the basis of
these calculations, our results suggest that, at least on our time
scale, we are forming the hydrogen-bonded molecular complex
as the product. (Dillon et al. found a more negative value of
ΔrH = 48.4 kJ mol1 even though their equilibrium con-
stants are similar to ours. However, their determination of
ΔrH was based on a third-law fit assuming that 2-HIPP is the
product of this reaction and was over a much smaller tempera-
ture range of 210228 K.37)
Cours et al. calculated the energy for this coplanar HBMC as
well (38.5 kJ mol1), but point out that it is not connected to
the transition state on the potential energy surface to the 2-HIPP
product.19 They found another HBMC at34.1 kJ mol1 that is
connected to the transition state in the 2-HIPP product channel
which has a different structure; the HO2 plane is perpendicular to
the acetone carbon backbone. Unfortunately, no vibrational
energies or rotational constants were given, so equilibrium cons-
tants could not be determined for the reaction to either of the
hydrogen-bonded complexes determined by Cours et al.; hence,
the absence of reaction thermodynamics from this calculation in
Table 6. However, the changes in vibrational and rotational
energies would be expected to be small in going to the perpen-
dicular complex so an approximate value ΔrH245 = 35.2 kJ
mol1 can be calculated for reaction to this complex. Similarly, a
value ofΔrH245 =39.6 kJ mol1 is determined for reaction to
the coplanar complex. Given that there is no barrier between the
reactants and either of these complexes, and that the barrier
between the two conformers is likely to be low, the observed
enthalpy of reaction would be a statistical average between these
two values, again in better agreement with what we observe than
the calculated values for the reaction to the 2-HIPP product.
We can also compare our experimental values forΔfH245 and
S245 to those determined theoretically for the HBMC. With use
of the energies, structures, and vibrational frequencies from
Aloisio and Francisco and Hermans et al. along with reactant
heat capacities,33 the formation thermodynamics are predicted to
beΔfH245 =236 and239 kJ mol1 and S245 = 391 and 381 J
mol1 K1 for Aloisio and Francisco, and Hermans et al., respec-
tively. These theoretical values are in very good agreement with our
experimental values of237( 2.0 kJmol1 and418( 8.5 Jmol1
K1, respectively. All of these values are compared in Table 6. The
discrepancies in the third-law entropy are consistent with the errors
expected for treating the large-amplitude motions and the internal
rotors in the harmonic approximation (3040 J mol1 K1).
Further evidence that the hydrogen-bonded complex is the most
likely product is found from another point of view by comparing the
energy of our product relative to the reactant energies,ΔE0, to that
of calculated values. Experimental values forΔE0 are calculated from
our ΔrH245 and the difference between the integrated heat
capacities of the product and the reactants at T = 245 K.
ΔE0 ¼ ΔrH245 
Z 245
0
CpðproductÞ dT
"

Z 245
0
CpðHO2Þ dT 
Z 245
0
CpfðCH3Þ2COg dT

ð16Þ
We have two cases to consider: HBMC as the product and
2-HIPP as the product. With use of the vibrational energies for
HBMC from Aloisio and Francisco and Hermans et al., two
values of ΔE0 were determined for this case. The rotation was
again treated classically, and there was no correction for internal
rotation. They are found to be in agreement at 34 kJ mol1.
Using the vibrational energies for 2-HIPP from Hermans et al.,
we findΔE0 =30 kJ mol1 from our experiment if the product
is the hydroxyperoxy radical. These experimental values are
given in Table 7 along with the calculated values from the three
theoretical papers we have been discussing. A comparison of
these values strongly suggests that the product we are observing
is the hydrogen-bonded complex: our experimental value ofΔE0
Table 6. Comparison of Our ΔrH and ΔrS Experimental
Values to Theoretical Values for the Addition Reaction
between HO2 and Acetone via a van’t Hoff Treatment of
Equilibrium Constants over Our Temperature Rangea
source
ΔrH
(kJ mol1)
ΔrS
(J mol1 K1)
this work (T range = 215 272K) 35.4( 2.0 88.2 ( 8.5
2-HIPP product, Hermans et al.17 61.6 153.3
2-HIPP product, Cours et al.19 52.5 188.9
HBMC product, Aloisio
and Francisco18
38.2 126
HBMC product, Hermans et al.17 42.3 135
source
ΔfH245
(kJ mol1)
S245
(J mol1 K1)
this work 237( 2.1 418( 8.5
HBMC, Aloisio Francisco18 236 391
HBMC, Hermans et al.17 239 381
aThe first set of theoretical values is based on the reaction to the 2-HIPP
product. The second set of theoretical values is based on reaction to the
HBMC product. Also included is a comparison of ΔfH245 and S245
between our experimental and HBMC theoretical values.
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for HBMC is inmuch better agreement with the calculated values
than that for 2-HIPP. Using Cours et al. results, for example,34
compares well with 38 or 34 kJ mol1 for HBMC, whereas
30 does not compare well with 47 kJ mol1 for 2-HIPP
(lowest energy conformer).
If our product is indeed the hydrogen-bonded complex, the
negative of ΔE0 is the binding energy of the HO2/acetone
complex, D0 = 34 kJ mol
1. This value compares very well with
that of the HO2/methanol complex
20 of 35.7 kJ mol1. (This
value is also given in Table 7 along with D0 for the H2O/H2O
hydrogen-bonded complex, for scale.) Furthermore, the thermo-
dynamic parameters of the HO2/methanol addition reaction
(ΔrH246 = 37.4 ( 4.8 kJ mol1 and ΔrS246 = 100 (
19 J mol1 K1)20 to form the hydrogen-bonded complex are
strikingly similar to our result for theHO2/acetone addition reaction.
Of course, this question could be settled by the direct
detection of the product. Although our instrument is not pre-
sently set up to search easily for the 2-HIPP product spectro-
scopically, we did try to detect the predicted product by
measuring ultraviolet absorption in the expected wavelength
region of 245265 nm after initiation of the chemistry with
the excimer laser pulse, but were unsuccessful. This measure-
ment was complicated by the presence of the acetonylperoxy
band39 and the HO2 band-tail
24 in the same region, and is not
conclusive evidence that the 2-HIPP product is not present.
Future experiments include an attempt to measure 2-HIPP directly
using cavity ring-down spectroscopy. In addition, by changing
reaction conditions to slow the reaction rate, we hope to measure
the forward reaction rate coefficient. This measurement may
require increasing the sensitivity of our detection scheme.
If we are indeed measuring the equilibrium formation of the
hydrogen-bonded complex, then 2-HIPP product may still be
formed at later times as this complex subsequently isomerizes.
We determined Kc by extrapolating the bimolecular decays of
HO2 to time = 0. Our results at best put an upper limit on the
formation rate of 2-HIPP. The theoretical results to date predict
different 2-HIPP formation rates. Cours et al. predict that the
transition-state energy for isomerization is greater than that of
the initial reactants; formation of 2-HIPP would probably then
have a small positive activation energy and proceed very slowly,
especially at lower temperatures. However, Hermans et al. pre-
dict an isomerization barrier of 28.7 kJ/mol from HBMC to
2-HIPP, lying 12 kJ/mol below the initial reactant energy. They
compute a total forward rate coefficient, k1, from reactant to
2-HIPP ranging from 4.8 1013 cm3 molecule1 s1 at 300 K
and 6.9  1012 cm3 molecule1 s1 at 200 K. At our acetone
concentrations, the rate coefficients for approach to equilibrium
(k1 + k1) are likely to be too fast and would have led to
observable effects arising from 2-HIPP formation. Our results
thus indicate that Hermans et al. underestimate the barrier to
2-HIPP formation. Relatively small changes in the transition-
state energy can lead to order-of-magnitude changes in predicted
rate coefficients. Higher level computations, combined with
multiwell master equation rate calculations, are needed to clarify
the kinetics and formation of 2-HIPP.
The subsequent decay kinetics of HO2 as a function of acetone
concentration quantitatively resembles the chaperone mechan-
ism of the HO2/methanol system. In particular, the effective rate
coefficient for reaction of the equilibrium product with HO2 is
similar to that of an adduct of HO2, and somewhat fast for
reaction of a peroxy radical with HO2. This result supports our
conclusion that 2-HIPP is not formed quickly and that the
secondary reaction kinetics are not due to the 2-HIPP product
with HO2 at longer times, but again this needs to be more
thoroughly investigated.
Our study measured the equilibrium constant for the HBMC.
The effect of the hydrogen-bonded complex alone in the atmo-
sphere will be negligible; the amount of acetone and HO2
sequestered is very small. A chaperone mechanism involving
the HBMC in a reaction with HO2 could speed up the removal of
HO2 while recycling the acetone, but in practice would also have
little effect in the atmosphere due to the very small amount of
HO2 complexed with acetone. We are not able to make an
assessment of the 2-HIPP equilibrium, but in the atmosphere even
slow formation (k1 < 1 s
1) of 2-HIPP could lead to equilibrium
2-HIPP concentrations. If 2-HIPP is formed, both the kinetics of its
formation and the absolute value of the equilibrium would
determine its importance in acetone oxidation.
’CONCLUSION
Using the infrared kinetic spectroscopy technique developed
in our laboratory, we have measured the association reaction
between the hydroperoxy radical and acetone. The immediate,
dramatic drop in [HO2] in the presence of acetone is interpreted
to be a very fast reaction already at equilibrium on our time scale.
A method was developed to determine the HO2 and product
equilibrium concentrations in excess acetone. Equilibrium con-
stants could then be determined over the temperature range of
215272 K, the lower end of which is of particular importance to
upper tropospheric chemistry modeling. The equilibrium con-
stants were found to vary from 4.0  1016 to 7.7  1018 cm3
molecule1 over this temperature range. A van’t Hoff plot
yielded the enthalpy and entropy of reaction over this tempera-
ture range, ΔrH245 = 35.4 ( 2.0 kJ mol1 and ΔrS245 =
88.2 ( 8.5 J mol1 K1.
The experimental equilibrium constants were found to lie
between those predicted in two theoretical studies. Although the
Table 7. Comparison of Experimental and Theoretical En-
ergies, ΔE0, of Two Possible Products from the Addition
Reaction between HO2 and Acetone, HBMC and 2-HIPP
a
ΔE0
HBMC 2-HIPP source
34.4b 29.9 this work
34.1c
41.0d 49.4,51.5,58.6 f Hermans et al.17
38.5d 39.4,40.1,46.9 f Cours et al.19
34.1e
37.2d Aloisio and Francisco18
D0 source
HO2 3methanol 35.7 Christensen et al.
20
H2O 3H2O 21.0 Klopper Schutz
41
aThe binding energies, D0, for the HO2 3methanol hydrogen-bonded
complex and the water hydrogen-bonded dimer are also given for
comparison. All energies are in kilojoules per mole. bBased on vibra-
tional mode energies of HBMC from Aloisio and Francisco. cBased on
vibrationalmode energies ofHBMC fromHermans et al. dHO2 in the same
plane as the acetone carbon backbone. eHO2 perpendicular to the acetone
carbon backbone. fEnergies of three conformers of the 2-HIPP product.
10538 dx.doi.org/10.1021/jp205347s |J. Phys. Chem. A 2011, 115, 10527–10538
The Journal of Physical Chemistry A ARTICLE
equilibrium constant increased with decreasing temperature as
predicted, it did not do so to the degree calculated.17,19 The
addition reaction is predicted to go through a hydrogen-bonded
molecular complex to a transition state with a five-membered
ring to a hydroxylperoxy product, 2-HIPP. Comparison of the
thermodynamics of the reaction determined in this experimental
work with that of theoretical work and similar species indicates
that the product being formed in our experiment is the hydrogen-
bonded molecular complex, not the hydroxyperoxy radical,
2-HIPP. Due to the possibility of the chaperone reaction of the
hydrogen-bonded complex, evidence for the predicted 2-HIPP
product must come from observation and modeling of the
subsequent reaction kinetics or direct detection of the 2-HIPP
product under low [HO2] conditions.
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